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The five-coordinate iron-dithiolate complex (N,N′-4,7-bis-(2′-methyl-2′-mercatopropyl)-1-thia-4,7-
diazacyclononane)iron(III), [LFe]+, has been isolated as the triflate salt from reaction of the previously 
reported LFeCl with thallium triflate. Spectroscopic characterization confirms an S = 1/2 ground state in non-
coordinating solvents with room temperature μeff = 1.78 μΒ and electron paramagnetic resonance (EPR) derived 
g-values of g1 = 2.04, g2 = 2.02 and g3 = 2.01. [LFe]+ binds a variety of coordinating solvents resulting in six-
coordinate complexes [LFe-solvent]+. In acetonitrile the low-spin [LFe-NCMe]+ (g1 = 2.27, g2 = 2.18, and g3 = 
1.98) is in equilibrium with [LFe]+ with a binding constant of Keq = 4.7 at room temperature. Binding of H2O, DMF, 
methanol, DMSO, and pyridine to [LFe]+ yields high-spin six-coordinate complexes with EPR spectra that display 
significant strain in the rhombic zero-field splitting term E/D. Addition of 1 equiv of triflic acid to the previously 
reported diiron species (LFe)2O results in the formation of [(LFe)2OH]OTf, which has been characterized by X-ray 
crystallography. The aqueous chemistry of [LFe]+ reveals three distinct species as a function of pH: [LFe-
OH2]+, [(LFe)2OH]OTf, and (LFe)2O. The pKa values for [LFe-OH2]+ and [(LFe)2OH]OTf are 5.4 ± 0.1 and 6.52 ± 0.05, 
respectively. 
Synopsis 
A five coordinate iron-dithiolate model complex of nitrile hydratase, [(bmmp-TASN)Fe]+, [LFe]+ has been 
synthesized and shown to bind both substrates relevant to enzymatic hydrolysis (water and nitriles). [LFe]+ binds 
nitriles reversibly but shows a strong preference for water-binding. In water, [LFe]+ yields three isolable species 
as a function of pH: [LFe-OH2]+, [(LFe)2OH]+, and (LFe)2O. 
Introduction 
Small molecule model complexes of the non-heme iron enzyme nitrile hydratase (NHase) have been 
instrumental in elucidating the geometric and electronic structure of the enzyme active site.(1-11) NHase, which 
catalyzes the hydrolysis of nitriles to amides, possesses either a low-spin Fe(III) or non-corronid Co(III) in an 
unusual nitrogen/sulfur-rich environment with a primary coordination sphere consisting of two deprotonated 
amides from the peptide backbone, three cysteine derived sulfur donors (now known to exist in three different 
oxidation states), and a variable coordination site for interacting with substrates/products, Figure 1.(12-18) On 
the basis of spectroscopic and computational results, several catalytic mechanisms have been proposed.(4, 8, 
19-21) Despite intensive efforts, it is still uncertain whether water, nitrile, or both substrates coordinate at the 
active site during catalysis. 
 
Figure 1. Representation of the active site of nitrile hydratase. 
 
The substrate binding affinities of active site models have not provided consistent results.(22, 23) A high-spin 
(S = 5/2), five-coordinate iron complex with deprotonated amides and thiolate donors coordinates water but 
shows no affinity for nitriles.(22) A closely related low-spin (S = 1/2), five-coordinate iron complex featuring 
imine nitrogen donors and thiolates exclusively binds nitriles at low temperature but undergoes ligand 
degradation upon exposure to water.(23) To our knowledge, a single model complex that coordinates both 
nitrile and water has not yet been reported. In this manuscript we report the five-coordinate iron 
dithiolate, N,N′-bis-(2′-methyl-2′-mercaptopropyl)-1-thia-4,7-diazacyclononane)iron(III) triflate 
([LFe]OTf). [LFe]OTf binds water, nitriles, and amides allowing for the first time a direct comparison of substrate 
(and product) binding affinities in a single model complex. Additionally, the pKa of the water and hydroxide 
bound derivatives of [LFe]OTf have been evaluated and offer insight regarding the need for low-spin iron at the 
enzyme active site. 
Experimental Section 
Materials and Methods 
All reagents were obtained from commercially available sources and used as received unless otherwise noted. 
All solvents were dried and freshly distilled using standard techniques under a nitrogen atmosphere and 
degassed using freeze−pump−thaw techniques.(24, 25) All reactions were conducted using standard Schlenk 
techniques under an argon atmosphere or in an argon-filled glovebox unless otherwise noted.(26) The 
complexes [(bmmp-TASN)FeCl], LFeCl, and [(bmmp-TASN)Fe]2O, (LFe)2O, were prepared as previously 
reported.(2) Thallium triflate was prepared from thallium carbonate and triflic acid according to published 
protocols.(27) 
N,N′-Bis-(2′-methyl-2′-mercaptopropyl)-1-thia-4,7-diazacyclononane iron(III) Triflate 
([LFe]OTf·0.5CH2Cl2) 
To a suspension of 100 mg (0.24 mmol) of LFeCl in 100 mL of dry acetonitrile was added dropwise via cannula a 
solution of 86 mg (0.24 mmol) of thallium triflate in 15 mL of acetonitrile. After stirring for 15 h, the solvent was 
removed under vacuum, and the product extracted into 60 mL of dichloromethane followed by filtration 
through a fritted tube. Removal of solvent from the filtrate yielded [LFe]OTf·0.5CH2Cl2 as a dark blue solid. Yield: 
81 mg (0.15 mmol, 63%). Electronic absorption (dichloromethane (22 °C)): λmax(ε): 274(7601), 317(6740), 
427(2570), 504(1400), 623(1600). IR (KBr pellet), cm−1: 3436 (br), 2949 (m), 2912 (m), 2880 (m), 2843 (m), 1450 
(m), 1262 (s), 1135 (m), 1102 (m), 1074 (m), 1029 (s), 804 (m), 636 (m). MS-ESI, m/z calcd. For C14H28N2S3Fe, [M+] 
376.08; Found, 376.05. Anal. Calcd. for C15.5H31N2S4O3F3FeCl([LFe]OTf·0.5CH2Cl2): C, 31.48; H, 4.95; N, 4.59. 
Found: C, 31.17; H, 4.92; N, 4.88. 
[(LFe)2OH]Tf 
A solution of (LFe)2O (50 mg, 65 μmol) in 100 mL of acetonitrile was cooled to −15 °C in a dry ice/ethylene glycol 
bath. A solution of 5.7 μL (9.7 mg, 65 μmol) of 98% triflic acid in 10 mL of acetonitrile was added dropwise via 
cannula over a 30 min. period. The solution was stirred for 2 h as it gradually warmed to room temperature. The 
solution was filtered through a fritted tube and concentrated to 15 mL. Diethyl ether addition led to 
precipitation of [(LFe)2OH]Tf as a purple solid. Yield: 45 mg (49 μmol, 75%). X-ray quality crystals were obtained 
by vapor diffusion of diethyl ether into a methanol solution of 2 at 4 °C under an argon atmosphere. Electronic 
absorption (acetonitrile) λmax(ε): 311(3600), 433(700), 602(1600). IR (KBr pellet), cm−1: 3490 (br), 2958 (m), 2913 
(m), 2880 (m), 2847 (m), 1454 (m), 1254 (s), 1147 (m), 1131 (m), 1074 (m), 1029 (s), 976 (m), 641 (s), 518 (m). 
Anal. Calcd for C29H58N4S8O7F6Fe2([(LFe)2OH]OTf·HOTf): C, 36.24; H, 5.88; N, 5.64. Found: C, 36.92; H, 5.77; N, 
5.57. 
Physical Methods 
Elemental analyses were obtained from Midwest Microlab (Indianapolis, IN). Infrared spectra were recorded on 
a Thermo Nicolet Avatar 360 spectrometer at 4 cm−1 resolution. 1H NMR spectra were obtained on a Varian 
Inova500 500 MHz spectrometer. Mass spectrometry (ESI-MS) was performed by the Laboratory for Biological 
Mass Spectrometry at Texas A&M University. The room temperature magnetic moment of [LFe]OTf was 
determined by the Evan’s method in dichloromethane with use of residual CH2Cl2 peak, and its shifted 
counterpart in calculation of μeff.(28) Cyclic voltammetry (CV) was performed using a PAR 273 potentiostat with 
a three electrode cell (glassy carbon working electrode, platinum wire counter electrode, and a Ag/AgCl pseudo 
reference electrode) at room temperature in an argon filled glovebox. All potentials were scaled to a 
ferrocene/ferrocenium standard using an internal reference. Catalytic trials (see Supporting Information) were 
monitored by gas chromatography using an HP 5890 series II chromatograph fitted with a flame ionization 
detector using compressed air as a carrier gas with an RTX-1 column (60 m length, i.d. 32, serial number 469083) 
from Restek Corporation. 
Electronic absorption spectra were recorded with an Agilent 8453 diode array spectrometer with air free 1 cm 
path length quartz cell or in a custom-made Dewar flask with a 1 cm path length quartz sample compartment. 
The equilibrium constant for acetonitrile binding was determined as described in the Supporting 
Information based on minimization of the R2 value of the resulting van‘t Hoff plot using previously reported 
methods:(23, 29) The pKa values for [LFe-OH2]+ and [(LFe)2OH]OTf were determined spectrophotometrically in a 
70:30 water/acetone mixture because of poor solubility of (LFe)2O in aqueous solution(30) using a Corning pH 
440 m with full details in the Supporting Information. 
X-band electron paramagnetic resonance (EPR) spectra were obtained either on a Bruker EMX EPR spectrometer 
(77 K, 6.3 mW, modulation amplitude 5 G) or on a Bruker EleXsys E600 spectrometer (20 K, 2 mW, modulation 
amplitude 10 G) equipped with an ER4116DM TE012/TE102 dual-mode cavity and an Oxford Instruments ESR900 
helium flow cavity. The S = 1/2 spectra were modeled using SIMPOW.(31) Computer simulations of S = 5/2 
spectra were carried out using matrix diagonalization with XSophe v.1.1.3,(32) assuming a spin Hamiltonian H = 
βg.B.S + S.D.S and including distributions (“strains”) in the zero-field splitting parameters, σD and σE/D. 
Crystallographic Studies 
A dark purple trapezoidal prism 0.29 × 0.22 × 0.05 mm3 crystal of [(LFe)2OH]OTf was selected for X-ray data 
collection on a Bruker SMART APEX CCD diffractometer. Frame data were collected (SMART(33) v5.632) and 
processed (SAINT(34) v6.45a) to determine final unit cell parameters: a = 15.472(6) Å, b = 10.629(4) Å, c = 
25.894(13) Å, β = 95.172(5)°, V = 4241(3) Å3, Z = 4, and ρcalcd = 1.477 Mg m−3. The raw hkl data were corrected for 
absorption (SADABS(35) v2.10; transmission min./max. = 0.744/0.948; μ = 1.082 mm−1) and the structure was 
solved by Patterson methods (SHELXTL(36-38) (v 6.14) suite of programs) in the space group Ia. For all 9283 
unique reflections (R(int) = 0.0273) the final anisotropic full matrix least-squares refinement on F2 for 468 
variables converged at R1 = 0.0420 and wR2 = 0.0994 with a GOF of 1.08. Crystallographic parameters 
for [(LFe)2OH]OTf are displayed in Table 1 with additional experimental details provided in the Supporting 
Information. 
Table 1. Crystal Data and Structure Refinement for [(LFe)2OH]OTf 
identification code [(LFe)2OH]OTf 
empirical formula C29H57F3Fe2N4O4 S7·0.75(CH3OH) 
formula weight 942.94 
temperature 100(2) K 
wavelength 0.71073 Å 
crystal system monoclinic 
space group Ia 
unit cell dimensions a = 15.472(6) Å 
  b = 10.629(4) Å 
  c = 25.894(13) Å 
  β = 95.172(5)°. 
volume 4241(3) Å3 
Z 4 
density (calculated) 1.477 Mg/m3 
absorption coefficient 1.082 mm−1 
F(000) 1982 
crystal size 0.29 × 0.22 × 0.05 mm3 
theta range for data collection 2.64 to 28.14° 
crystal color, habit dark purple trapezoidal prism 
index ranges −20 ≤ h ≤ 20 
  −14 ≤ k ≤ 13 
  −33 ≤ l ≤ 33 
reflections collected 18021 
independent reflections 9283 [R(int) = 0.0273] 
completeness to theta = 28.14° 95.7% 
absorption correction SADABS 
max. and min. transmission 0.948 and 0.744 
refinement method full-matrix least-squares on F2 
data/restraints/parameters 9283/4/468 
goodness-of-fit on F2 1.08 
final R indices [I > 2sigma(I)] R1 = 0.0388, wR2 = 0.0965 
R indices (all data) R1 = 0.0420, wR2 = 0.0994 
absolute structure parameter 0.030(12) 
largest diff. peak and hole 1.092 and −0.326 e Å−3 
 
Results and Discussion 
Synthesis and Characterization 
Previously we reported LFeCl (L = bmmp-TASN) as a model complex of nitrile hydratase.(2) The coordinated 
chloride was not displaced by water or nitrile, although under basic conditions the μ-oxo complex (LFe)2O was 
obtained. Herein we report metathesis of the chloride with thallium triflate to yield the five-coordinate 
complex [LFe]OTf, Scheme 1. The infrared spectrum of [LFe]OTf displays strong absorptions at 1262 and 1029 
cm−1 attributed to the triflate counterion but is otherwise similar to that of LFeCl. The room temperature 
magnetic moment of [LFe]OTf in dichloromethane (1.78 μΒ) is consistent with the spin-only value for low-spin 
iron(III). Mass spectral analysis of [LFe]OTf from dichloromethane, acetonitrile, or aqueous solutions displays a 




As a solid [LFe]OTf is vivid blue; however, in solution the color depends on equilibrium solvent binding. In water, 
three species ([LFe-OH2]+, [(LFe)2OH]+, and (LFe)2O) were observed as a function of pH. [(LFe)2OH]OTf is also 
obtained by stoichiometric addition of triflic acid to acetontrile solutions of (LFe)2O with a corresponding 
bathochromic shift in the low energy absorption band from 553 to 603 nm, Figure 2. The infrared spectrum 
of [(LFe)2OH]OTf is marked by bands at 1254 and 1029 cm−1 because of the triflate counterion. Also of note is 
the absence of the Fe−O−Fe stretch at 800 cm−1 found in the IR spectrum of the precursor μ-oxo 
complex.(2) The [(LFe)2OH]OTf complex is soluble in water, acetonitrile, alcohols, and sparingly soluble in 
dichloromethane, yielding violet colored solutions in each case. 
 
Figure 2. UV/visible spectra during the synthesis of [(LFe)2OH]OTf (3 mM) in acetonitrile. 
 
Structural Characterization of [(LFe)2OH]OTf 
The complex [(LFe)2OH]OTf crystallizes in the monoclinic space group Ia with one metal containing cation, 
[(LFe)2OH]+, one triflate anion, and a partial occupancy methanol solvent molecule. The position of the hydrogen 
atom of the bridging hydroxide was determined from an electron density map and refined isotropically. An Oak 
Ridge Thermal Ellipsoid Plot (ORTEP)(39) representation of [(LFe)2OH]+ is presented in Figure 3 with selected 
bond distances and angles given in Table 2. As with all other complexes of L, the TASN ligand backbone 
constrains the two amines and thioether sulfur to a facial coordination mode.(1, 2, 11) For each iron center, the 
three sulfur donors are meridional with each sulfur cis to the hydroxide bridge. An amine nitrogen occupies the 
position trans to the bridging hydroxide. The iron-ligand bond distances of [(LFe)2OH]+ are within the ranges 
expected for high spin Fe(III).(2, 11, 40) 
 
Figure 3. ORTEP view of [(LFe)2OH]+ showing 30% probability displacement ellipsoids. Calculated H atoms, 
solvent, and triflate counterion have been omitted. 
 
Table 2. Selected Bond Distances (Å) and Bond Angles (deg) for [(LFe)2OH]OTf 
Fe1−S1 2.3004(12) Fe1−N1 2.263(3) 
Fe1−S2 2.3262(13) Fe1−N2 2.242(3) 
Fe1−S3 2.5385(14) Fe1−O1 2.002(3) 
Fe2−S4 2.3250(12) Fe2−N3 2.244(3) 
Fe2−S5 2.2961(12) Fe2−N4 2.258(3) 
Fe2−S6 2.5565(13) Fe2−O1 1.998(3) 
    O1−H1o 0.841(19) 
        
N1−Fe1−N2 79.10(11) N1−Fe1−S1 83.56(8) 
N2−Fe1−S2 84.11(8) N1−Fe1−S2 96.11(8) 
N2−Fe1−S3 80.71(8) S1−Fe1−S2 102.22(4) 
O1−Fe1−S2 93.91(8) Fe1−O1−Fe2 166.71(14) 
N3−Fe2−N4 78.86(11) N3−Fe2−S4 84.26(9) 
N3−Fe2−S6 81.10(8) N4−Fe2−S5 83.95(8) 
N4−Fe2−S6 80.96(8) S4−Fe2−S5 100.95(4) 
Fe1−O1−H10 96(3) Fe2−O1−H10 98(3) 
 
Comparison of the structure of [(LFe)2OH]OTf with previously reported crystallographic data for the related μ-
oxo complex, (LFe)2O, reveals important distinctions between the two structures.(2) The Fe−O−Fe angle for 
[(LFe)2OH]+ is 166.71(14)°, while the corresponding angle for (LFe)2O is 180.0°. This decrease in Fe−O−Fe bond 
angle results from protonation of the bridging oxo ligand.(41-43) The steric bulk of the ligands force a severe 
distortion of the idealized trigonal arrangement about the bridging oxygen atom, with Fe−O−H angles 
compressed to an average of 97°. 
Solution Studies 
The complex [LFe]OTf is soluble in a wide variety of polar and non-polar solvents yielding vivid green (5-
coordinate) or blue (six-coordinate) solutions. A low energy charge transfer band near 600 nm, assigned as a 
thiolate to iron charge transfer, is observed for all six-coordinate complexes assigned as either [LFe-
solvent]+ or LFe-OTf, depending on reaction conditions.(44, 45) In contrast, the 5-coordinate 
complex, [LFe]+ displays a lower energy band at 623 nm and a distinct shoulder at 427 nm. 
Vacant Binding Site: Five-Coordinate, S = 1/2 
Dichloromethane solutions of [LFe]OTf are green at all temperatures above −40 °C indicative of five-
coordinate [LFe]+. The room temperature UV−visible spectrum displays diagnostic bands at 315, 427, and 623 
nm. Upon cooling to temperatures below −40 °C the color changes from green to blue because of triflate 
coordination. As shown in the Supporting Information, Figure S1, the low energy band shifts from 623 to 603 
nm, and the shoulder at 427 nm decreases in intensity. 
The lack of triflate coordination at room temperature is also evident in the cyclic voltammogram. In 
dichloromethane [LFe]OTf displays a pseudo-reversible event at −500 mV (vs Fc/Fc+) assigned as FeIII/II and an 
irreversible oxidation at 510 mV assigned to the ligand, Supporting Information, Figure S2. The metal-based 
reduction potential is shifted by +560 mV with respect to LFeCl consistent with the loss of a donor atom. The 
oxidation is similarly shifted. 
The EPR spectrum of [LFe]OTf in dichloromethane (77 K) indicates incomplete triflate coordination even at low 
temperature. The spectrum reveals a sharp signal for a low-spin component and a broad complex high-spin 
signal, Supporting Information, Figure S3, that gains intensity as the temperature is lowered, Supporting 
Information, Figure S4. The sharper signal attributable to [LFe]+ was simulated (SIMPOW) with g-values of 2.06, 
2.03, and 2.02, Figure 4.(31) This narrow g-value spread is atypical of low-spin iron(III)(46, 47) and more akin to 
that of metal-coordinated thiyl radicals, which show significantly less delocalization onto aromatic ligands than 
their phenoxyl counterparts.(48) Computational investigations by our group and others on low-spin iron(III)-
thiolates show significant spin-density on sulfur (even in the absence of aromatic ligands) consistent with Fe(II)-
thiyl radical character.(5, 11) The observed S = 1/2 ground state is consistent with increased Fe−S covalency as 
the thiolate compensates for the loss of the sixth donor and could result from coupling of either intermediate- 
or low-spin Fe(II) with the thiyl radical.(5, 11) 
 
Figure 4. EPR spectrum (77 K) of [LFe]OTf in dichloromethane with simulation. Experimental parameters: 
microwave power = 6.3 mW, modulation amplitude = 5.35 G. Simulation parameters: g1 = 2.06, g2 = 2.03, g3 = 
2.02, W1 = 21.80, W2 = 39.87, W3 = 21.23. 
 
Nitrile Binding: Six-Coordinate, S = 1/2 
The low affinity of [LFe]+ for triflate ensures an accessible coordination site for solvent (substrate) binding. At 40 
°C in acetonitrile, solutions of [LFe]+ are green with absorbance bands at 315, 427, and 603 nm similar to the 
spectrum observed in dichloromethane and consistent with a five-coordinate complex. However, upon cooling 
to room temperature and below, the solution takes on a blue color as the peak at 427 nm loses intensity and the 
low energy band shifts toward 596 nm, Figure 5. The onset of these changes occurs at significantly higher 
temperature than in dichloromethane and arises because of nitrile coordination. The apparent equilibrium 
constants for nitrile binding of 4.7 at 298 K and 25 at −40 °C are similar to those reported by Kovacs in a related 
model complex.(23) 
 
Figure 5. Variable temperature (40 to −43 °C) UV/visible spectra of [LFe]OTf (3 mM) in acetonitrile. Arrows 
denote changes in the spectra as the temperature is lowered. 
 
The coordination of acetonitrile at room temperature is confirmed by CV. The CV of [LFe]OTf in 
acetonitrile, Supporting Information, Figure S2, displays a reversible event at −622 mV (vs Fc/Fc+) assigned to the 
FeIII/II couple of [LFe-NCMe]+and a chemically irreversible oxidation at 166 mV. The reduction potential is shifted 
by −120 mV as compared to that of [LFe]+ consistent with the addition of a weakly coordinating ligand. 
The EPR spectrum of [LFe]OTf (acetonitrile glass 77 K) also confirms equilibrium binding of acetonitrile, 
Figure 6A. In addition to the sharp axial signal of [LFe]+ (g1 = 2.04, g2 = 2.02, g3 = 2.01; 7% relative intensity), the 
spectrum also displays a rhombic signal (g1 = 2.27, g2 = 2.18, g3 = 1.98; 93% relative intensity) attributed to [LFe-
NCMe]+. The large anisotropy in the g-values is typical of low-spin, six-coordinate Fe(III) complexes.(46, 47) 
 
Figure 6. EPR spectra of [LFe]OTf in acetonitrile (A) with simulation (B) and [LFe]OTf in benzonitrile (C) with 
simulaton (D). Experimental parameters: (A) microwave power = 1.5 mW, modulation amplitude = 8.09 G; (C) 
microwave power = 1.99 mW, modulation amplitude = 6.00 G. Simulation parameters: (B) for [LFe]+g1 = 
2.01, g2 = 2.02, g3 = 2.02, W1 = 19.40, W2 = 25.80, W3 = 28.15 and [LFe-NCMe]+g1 = 2.27, g2 = 2.18, g3 = 
1.98, W1 = 17.95, W2 = 91.21, W3 = 33.17; (D) for [LFe]+: g1 = 2.06, g2 = 2.03, g3 = 2.03, W1 = 21.73, W2 = 
40.05, W3 = 21.08 and [LFe-NCPh]+: g1 = 2.28, g2 = 2.18, g3 = 2.00, W1 = 64.78, W2 = 26.50, W3 = 46.33. 
 
Similar results are obtained in benzonitrile, Figure 6B. A rhombic signal (g1 = 2.28, g2 = 2.18, g3 = 2.00, relative 
intensity 85%) attributed to [LFe-NCPh]+ is observed in addition to the axial signal of [LFe]+. The similarity in g-
values for the two nitrile bound derivatives [LFe-NCMe]+and [LFe-NCPh]+ implies that the identity of the nitrile 
donor does not significantly influence the electronic environment. This is consistent with recent computational 
studies that suggest the nitrile is not significantly polarized upon coordination to iron in NHase in contrast to 
expectations for a nitrile bound mechanism.(49) 
Water and Other Donor Solvents: Six-Coordinate, S = 5/2 
The donor ability of nitriles to [LFe]+is limited, and low temperatures are required to facilitate coordination. 
Other solvents including water and DMF more strongly coordinate [LFe]+ leading to high-spin derivatives. 
Solutions of [LFe]+ in H2O (pH < 6.1), DMF, DMSO, pyridine, or methanol are dark blue at all temperatures with a 
charge transfer band near 600 nm and no shoulder at 427 nm. The low energy band blue-shifts with increased σ-
donor ability of the sixth ligand, although in H-donor solvents the shift is tempered by interactions between the 
solvent and sulfur, Supporting Information, Table S1. 
The best evidence for solvent coordination is obtained from EPR spectroscopy. The complex EPR spectra 
of [LFe]OTf in DMSO, pyridine, methanol, DMF, and water display multiple broad turning points between 500 
and 4000 G, Figure 7. The observed spectra are similar to those reported in the literature for other iron 
complexes with thiolate or chloride donors.(22, 50, 51) Despite the complexity of the spectra, the vast majority 
of the signal intensity (>99% of the spins) can be simulated as a single monomeric high-spin iron complex with 
trace quantities of a geff ∼ 4.3 signal as described below. 
 
Figure 7. EPR spectra of [LFe]OTf in various solvents. All spectra recorded at 20 K except DMF (77 K). 
 
The EPR signals shown in Figure 7 are similar to those reported for iron-catecholate complexes(52) in that the 
strain in E (here characterized as a strain in E/D) extended the envelope of E/D such that one of the “preferred” 
values of E/D was exhibited by some of the molecules. These preferred values give rise to apparently 
anomalously intense features in the EPR spectrum because of partial or total lack of orientation selection in the 
powder spectrum.(53) In the case of the catecholate species, the strains in E were sufficiently high that the 
spectra exhibited an intense component at geff ∼ 4.3 because of a subpopulation with E/D ∼ 1/3, although the 
mean value of E/D was as low as 0.120. 
The strain-dependent appearance of the geff ∼ 4.3 resonance can be appreciated by comparing the calculated 
spectra of Figure 8A and B, that have identical spin Hamiltonian parameters except for the strain in E/D. In the 
present case, the signals from [LFe]OTf exhibit low field lines that are split by only about 170 G (17 mT), 
compared to about 500 G (50 mT) for the catecholate complexes. Simulations (Figure 8B−E) indicate that the 
smaller splitting is due to a lower mean E/D value of 0.045. One of the consequences of this lower value 
for E/D is a change in the relative intensities of the two low field lines; gx and gy for the mS = 3/2 Kramers’ 
doublet of S = 5/2 approach zero as E/D decreases, and the spectrum spans an increasingly wide field envelope, 
leading to a diminution of the intensity of the higher-field line of the pair (the gz resonance of mS = 3/2, at 1200 
G [120 mT], geff ∼ 5.7). As strains in E/D are introduced (Figure 8F−M), this feature appears to grow in intensity 
again. However, unlike the lowest field resonance of mS = 1/2 at 1000 G (100 mT; geff ∼ 6.6), the line at 1200 G 
does not become broadened at successively higher values of σE/D. In addition, it shifts slightly to a resonance 
position corresponding to geff = 6.0 and assumes a typical gx-gy derivative shape. Thus the resonance observed is 
actually due to strain-dependent access of the preferred E/D value of zero, giving rise to an intense resonance 
due to the gx and gy transitions in mS = 1/2. Only when very high E/D-strain is present is the geff ∼ 4.3 line 
observed (Figure 8M). At such a high value of σE/D, only the preferred resonances (geff ∼ 6, E/D ∼ 0 and geff ∼ 
4.3, E/D ∼ 1/3) are resolved. As expected from the above assignment, the relative intensities of the geff ∼ 6 
and geff ∼ 4.3 resonances change upon raising E/D, with the higher value of E/D favoring geff ∼ 4.3. 
 
Figure 8. Calculated high-spin spectra. High-spin spectra were calculated assuming S = 5/2, giso = 1.995, and 
(A) D = 0.45 cm−1, E/D = 0.165, σE/D = 0.08; (B) D = 0.45 cm−1, E/D = 0.165, σE/D = 0; (C) D = 0.45 cm−1, E/D = 
0.125, σE/D = 0; (D) D = 0.45 cm−1, E/D = 0.085, σE/D = 0; (E) D = 0.45 cm−1, E/D = 0.045, σE/D = 0; (F) D = 0.45 
cm−1, E/D = 0.045, σE/D = 0.010; (G) D = 0.45 cm−1, E/D = 0.045, σE/D = 0.015; (H) D = 0.45 cm−1, E/D = 0.045, 
σE/D = 0.020; (I) D = 0.45 cm−1, E/D = 0.045, σE/D = 0.025; (J) D = 0.45 cm−1, E/D = 0.045, σE/D = 0.035; (K) D = 
0.45 cm−1, E/D = 0.045, σE/D = 0.045; (L) D = 0.45 cm−1, E/D = 0.045, σE/D = 0.100; (M) D = 0.45 cm−1, E/D = 
0.045, σE/D = 0.320; (N) D = 0.45 cm−1, E/D = 0.130, σE/D = 0.320. 
 
From the simulations displayed in Figure 8, the high spin spectra of [LFe]OTf in H2O, pyridine, DMSO, methanol, 
and DMF can be explained as containing contributions from a slightly rhombic (E/D = 0.045) S = 5/2 Fe(III) 
species that exhibits strain in E/D, and an additional component that is responsible for the geff = 4.3 line. The 
strains in the slightly rhombic species result in a broadened resonance at geff ∼ 6.6 due to the E/D envelope 
associated with the gx transition in mS = 1/2 and a resonance at geff = 6.0 due to the gx and gy transitions in a 
subpopulation with the preferred value of E/D ∼ 0. As is also evident from the simulations, when E/D is 
sufficiently small to account for the resonance positions observed, and when σE/D is sufficiently small that 
the geff ∼ 6.6 resonance is resolved, there is no significant contribution to the spectrum from the mS = 3/2 
doublet, in contrast to the spectra of iron-catecholate complexes. The geff = 4.3 line must, therefore, arise from a 
separate Fe(III) species most likely because of complex degradation. The spectrum of [LFe]OTf in DMSO was 
simulated as such, Supporting Information, Figure S5, and integration of the simulations indicated that the 
slightly rhombic species that exhibit the mS = 1/2 resonances accounted for 85% of the spins (note that much of 
the spectral intensity is at high field and is virtually undetectable in the derivative spectrum), and the geff = 4.3 
line accounts for about 15% of the spins. 
The EPR simulations for [LFe]OTf in DMSO reveal the majority of the spin density is attributable to the six-
coordinate [LFe-DMSO]OTf. That the high-spin EPR signal indeed arises from solvent-bound species is evidenced 
by the spectra of [LFe-pyridine]OTf, in which pervasive superhyperfine coupling to nitrogen is present in the 
majority of the signal. Similar spectral characteristics displayed in σ-donor solvents are consistent with the 
formation of six-coordinate high-spin Fe(III) complexes. The spectrum of [LFe-HOMe]OTf also displays the sharp 
signal of [LFe]+ (g = 2.04, 2.02, and 2.01) consistent with weak coordination. The predominance of the high spin 
complex despite the binding of strong σ-donors (e.g., DMSO, pyridine) suggests that π-affects are instrumental 
in determining the spin state of iron in these complexes. 
Solvent Competition Studies 
The unique ability of [LFe]+ to bind both substrates (water and nitriles), as well as product (amide), provides the 
opportunity to directly probe binding preferences for iron in a nitrile hydratase model complex. The iron displays 
a preference for water over nitrile. Addition of nitriles to [LFe-OH2]+ at a pH of 3.0 shows no spectroscopically 
detectable changes in the UV−visible or EPR spectra. Addition of nitriles to [(LFe)2OH]+ at a pH of 6.1 (vide infra) 
also reveals no detectable changes. In contrast, addition of pH = 6.1 buffered H2O (100 equiv of H2O per Fe) to 
acetonitrile solutions of [LFe]+in which the nitrile concentration exceeds the water concentration by three 
orders of magnitude results in significant spectroscopic changes. The charge transfer band in the UV−visible 
spectrum broadens and red shifts to 602 nm, and the EPR spectrum is silent consistent with formation of the 
dinuclear complex [(LFe)2OH]+ and no detectable quantities of [LFe-NCMe]+. 
Although the above experiments clearly demonstrate the affinity of iron for water over nitriles, this preference 
extends even when substoichiometric quantities of water are added to acetonitrile solutions of [LFe]OTf. Careful 
addition of 1 equiv of triflic acid to the μ-oxo complex (LFe)2O in acetonitrile leads to a red shifting of the charge 
transfer band from 560 to 603 nm consistent with protonation of the oxo bridge yielding [(LFe)2OH]+, which is 
EPR silent (vide infra). Careful addition of a second equivalent of triflic acid protonates the bridging hydroxide 
generating 1 equiv of water for every 2 equiv of [LFe]OTf. Water coordination is confirmed spectroscopically by 
a shift in the low energy band from 603 to 628 nm, Supporting Information, Figure S7. The EPR spectrum of the 
reaction mixture, Supporting Information, Figure S8, reveals the expected iron-containing products [LFe-
OH2]+ and [LFe-NCMe]+ (in equilibrium with [LFe]+). 
The relative binding affinity of [LFe]OTf for amides as compared to nitrile and water was determined through 
additions of small amounts of DMF to solutions of [LFe]OTf in acetonitrile and pH = 5 buffered water, 
respectively. The UV−visible and EPR spectra of [LFe-OH2]+ in buffered aqueous solution remain unchanged upon 
addition of 10 equiv of DMF, denoting the preference for water over DMF. Addition of 10 equiv of DMF to 
acetonitrile solutions of [LFe]OTf is best monitored by EPR, since the UV−visible spectra of [LFe]OTf in the two 
solvents is similar. The EPR shows no trace of the low spin signals of [LFe-NCMe]+ or [LFe]+. In fact, the spectrum 
is dominated by the high-spin signal previously observed for [LFe-DMF]+. Overall, the competition studies reveal 
that [LFe]OTf prefers catalytically relevant ligands in the order H2O > amide > nitrile. 
Aqueous Chemistry 
Given the strong preference for water coordination to [LFe]OTf, its aqueous chemistry was further explored. As 
outlined in Scheme 2, three discrete derivatives of [LFe]OTf are accessible as a function of pH. At pH < 5.0 (dilute 
triflic acid) [LFe-OH2]+ is present as a dark blue solution with bands at 315 and 613 nm. In addition to 
deprotonation events described below, the coordinate thiolates of [LFe-OH2]+ may be protonated but only at pH 
values lower than 3.00 at which point complex degradation occurs. Similar remarkable acid stability of an iron-
thiolate has been previously reported for a NHase model complex with deprotonated amide donors in place of 
the amines found in [LFe]OTf.(10) 
Scheme 2 
 
Titration of aqueous solutions of [LFe-OH2]+ with NaOH first yields the μ-OH complex [(LFe)2OH]+. Monitoring of 
the reaction by UV−visible spectroscopy reveals a blue shift of the low energy band from 613 to 603 nm. At pH = 
6.10, the charge transfer band at 603 nm reaches its maximum intensity, and the solution develops an intense 
violet color. The violet solution is EPR silent suggesting a strong antiferromagnetic coupling of the two high-spin 
iron(III) centers. No intermediate is detectable by UV−visible spectroscopy suggesting the mononuclear LFe-
OH rapidly proceeds to [(LFe)2OH]+ once generated. Continued titration of [(LFe)2OH]+ leads to a further blue 
shifting of the charge transfer band from 603 to 560 nm. The resulting burgundy colored solution is 
characteristic of the previously reported μ-oxo complex (LFe)2O. Because of the poor water solubility of (LFe)2O, 
reliable pKa values could not be obtained. The titration was repeated in buffered 70:30 water/acetone mixtures 
yielding similar results, with the exception that (LFe)2O did not precipitate, Supporting Information, Figure S6. 
From this data, the pKa of the water bound complex [LFe-OH2]+ is estimated as 5.4 ± 0.1, while that 
of [(LFe)2OH]+ is 6.52 ± 0.05. 
Trials for Catalytic Activity 
The catalytic competency of [LFe]OTf toward the hydrolysis of nitriles was evaluated by addition of benzonitrile 
to room-temperature buffered aqueous solutions of [LFe]OTf at pH 6.10 and 3.03. At pH 6.10, [(LFe)2OH]+ is the 
dominant iron species in solution, while [LFe-OH2]+ is predominate at pH 3.03. The reaction mixtures were 
analyzed by gas chromatography for the presence of hydrolysis products benzamide and benzoic acid in organic 
extracts of the reaction mixture. No trace of hydrolysis products were detected under either set of conditions. 
Conclusions and Relevance to Nitrile Hydratase 
The complex [LFe]OTf has for the first time allowed direct competition studies to evaluate the relative binding 
affinities of water, nitriles, and amides in a nitrile hydratase model. The observed ligand binding affinity of H2O > 
amide > nitrile reveals that water coordination is favored over nitrile binding. Additionally, the preference for 
amides over nitriles further decreases the probability of a nitrile bound mechanism, since product release would 
also be problematic. 
The only previously reported iron model complex of nitrile hydratase that coordinates 
nitriles, [FeIII(S2Me2N3(Et,Pr))]+, cannot bind water because of ligand degradation in aqueous 
environments.(23) Our model binds nitriles with a similar affinity as [FeIII(S2Me2N3(Et,Pr))]+, but it also binds water 
much more tightly. The coordination of water to [LFe]OTf is similar to that observed in the Mascharak model 
complex, [FeIII(PyPS)]−. However, in that case no nitrile binding was observed precluding a direct and definitive 
comparison with the [FeIII(S2Me2N3(Et,Pr))]+model.(22) The Mascharak aquo complex is low-spin in contrast to 
our high-spin model suggesting that either spin state shows a strong affinity for water over nitriles. Our results 
bridge the prior studies and lend credence to a water-bound mechanism. 
While both [LFe]OTf and [FeIII(PyPS)]− bind H2O, the former is high-spin and the latter is low-spin.(22) The 
pKa values reveal that the high-spin [LFe-OH2]+ (5.4 ± 0.1) is almost ten times as acidic the low-
spin [FeIII(PyPS)(H2O)]− (6.3).(22) Recently we reported that oxygen sensitivity of iron-thiolates is likely spin-state 
dependent and question if similar effects may also influence the pKa of coordinated water.(11) From a simple 
electrostatic approach, the relatively smaller ionic radius of low-spin iron(III) should lower the pKa of bound-
water more efficiently than high-spin iron(III). However, this approach ignores π-interactions between the metal 
center and water/hydroxide that have been shown to be important for low-spin, but not high-spin, 
Fe(III).(43) The π-interactions between the lone pair on HO− and a filled/nearly filled “t2g” orbital on low-spin 
Fe(III) would destabilize hydroxide coordination and raise the pKa. Additionally, the π-interactions may promote 
the nucleophilic character of the coordinated HO− similar to effects in metal−thiolates that yield nucleophilic 
sulfur.(54, 55) Overall, the low-spin state may modulate the pKa while maintaining significant nucleophilic 
character. In contrast, the more acidic high-spin derivatives may lack a sufficiently nucleophilic hydroxide and 
even undergo further deprotonation to μ-oxo species in model complexes. Further studies to confirm these 
hypotheses are underway. 
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